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Potential-pH diagrams of iron are developed in aqueous LiBr solutions 
with concentrations of 400 g/L, 700 g/L, 850 g/L, and 992 g/L LiBr at 25 
C, which are common concentrations in different parts of absorption 
machines. Comparison of the potential-pH diagrams of iron in the 
absence and the presence of concentrated aqueous LiBr solutions 
shows that the corrosion area at acid, neutral, and weak alkaline pH 
extends to lower potentials and higher pH values with the increase of 
LiBr concentration, as a result of formation of the aqueous species 
FeBr2(aq) and FeBr3(aq) and destabilization of the solid species Fe, 
Fe(OH)2(s), Fe3O4, and Fe2O3. 
INTRODUCTION 
Nowadays, absorption refrigeration systems can be considered as the 
alternative to replace the conventional vapor compression 
refrigerating systems in certain industrial and domestic processes. 
Aqueous lithium bromide (LiBr) solutions with high concentrations are 
used widely as absorbents in the absorption machines because they 
have favorable thermophysical properties.
1-10
 However, LiBr solutions 
are an aggressive medium, which can cause corrosion on metallic 




Double and triple effect LiBr absorption machines have been 
developed with the technological advances, which have higher 
energetic efficiency than single effect machines.
7-10
 Although these 
machines also reach both higher LiBr concentrations and 
temperatures, they may present important corrosion problems. The 
use of inhibitors or the control of pH in the solutions may be a way to 
reduce corrosion problems. 
In absorption machines with LiBr there are different components built 
with different metallic alloys, all assembled in electrical contact at 
different concentrations and temperatures. The condenser, the 
evaporator, and the absorber must be constructed of highly alloyed 
stainless steels because they have good combination of mechanical 
properties and corrosion resistance. The chromium content of the 
stainless steels is the cause of their resistance to corrosion because a 
film of chromium oxide is formed on its surface protecting the 
materials.
27-29
 When this film disappears the iron present in the 
stainless steels is oxidized. Knowledge of iron corrosion is therefore an 
important aspect. Several studies have researched the kinetic of 
corrosion of stainless steels in highly concentrated LiBr solutions, in 
which iron is the main component.
11-16,24,25
 One way to understand and 
predict the iron corrosion is to consider the thermodynamic aspects. 
The potential-pH (E-pH) diagrams, also known as Pourbaix diagrams, 
are used to predict and study corrosion processes from the point of 
view of thermodynamics. They show the thermodynamic regions of 
immunity (stability of a metal, i.e. no corrosion), passivation (stability 
of a solid compound), and corrosion (stability of an aqueous 
compound) for a metal in a specific medium.
30-35
 Potential-pH 
diagrams are constructed by calculation of the equilibrium conditions 
between metallic compounds using the Nernst equation (for the case 
of the electrochemical equilibria) and the equilibrium constant (for the 
case of chemical equilibria). 









 have been developed in aqueous LiBr 
solutions with high concentrations at 25 C, which have been used to 
analyze the corrosion of these metals in absorption machines. The 
construction of potential-pH diagrams of iron in concentrated aqueous 
LiBr solutions could be useful to predict and study the corrosion of 
stainless steels in absorption machines, because iron is the main 
component. 
The aim of this work is the prediction and the analysis of iron corrosion 
in similar conditions to those existing in LiBr absorption machines. For 
this purpose, potential-pH diagrams of iron in aqueous LiBr solutions 
with concentrations of 400 g/L, 700 g/L, 850 g/L, and 992 g/L at 25 C 
are constructed and they are compared with the potential-pH diagram 
of iron in water (H2O) at 25 C. 
PROCEDURE 
Methodology followed for the construction of the potential-pH 
diagrams of iron in concentrated aqueous LiBr solutions is similar to 
that used for other metals in the same LiBr conditions.
36-39
 In this work, 




-H2O system is considered for the construction of 
the potential-pH diagrams of iron in concentrated aqueous LiBr 
solutions. It is considered a total number of twenty-two chemical 
species: fourteen aqueous and eight solid species. 






















, and FeBr3(aq). 
 Solid species: Fe, Fe(OH)2(s), -Fe3O4, Fe(OH)3(s), -FeOOH, 
-Fe2O3, FeBr2(s), and FeBr3(s). 
For the construction of the potential-pH diagram of iron in H2O only 
seventeen chemical species are considered (Fe-H2O system). 
Table 1 shows all the species containing iron used for the construction 
of the potential-pH diagrams. It also is indicated the oxidation number, 
the state of the species, the standard Gibbs free energy of formation 
(Gf) data at 25 C, and the reference of the data.
40-42
 These Gf data 
could be used to calculate the equilibrium conditions. 
Reactions 
Reactions are determined considering pairs of species containing iron, 




   
where X and Y are the pair of species containing iron in the reaction. In 





), the H2O, and the bromide ion (Br
–
). 
Tables 2-5 show the equations of the different reactions used for the 
Fe-Br
—
-H2O system. It is considered a total number of 231 reactions, 
which are classified into four types: 
 Electrochemical reactions not involving H
+
, with 27 reactions 
(Table 2). 
 Electrochemical reactions involving H
+
, with 121 reactions 
(Table 3). 
 Chemical reactions involving H
+
, with 67 reactions (Table 4). 
 Chemical reactions not involving H
+
, with 16 reactions (Table 
5). 
These reactions are divided into three subtypes: 1) homogeneous 
(considering only aqueous species), 2) heterogeneous with two solid 




-H2O system the equilibrium conditions are calculated 
from Gf data at 25 C following conventional procedures.
30
 
Previously it is necessary to determine the Br
–
 ion activity and the H2O 
activity representative of the tested aqueous LiBr solutions. The 
calculation of the activity values is realized using the method proposed 
by Meissner and Kusik.
43-45
 For the aqueous LiBr solutions with 
concentrations of 400 g/L, 700 g/L, 850 g/L, and 992 g/L at 25 C, the 
calculated values are 15.61, 194.77, 650.06, and 2,042.65 for the Br
–
 
ion activity and 0.715, 0.358, 0.216, and 0.118 for the H2O activity, 
respectively, as it has been indicated in previous works.
36-39
 
The thermodynamic method of Meissner and Kusik is verified using 
vapor pressure and mean activity coefficient data for LiBr-based 
systems. The water activity in aqueous LiBr solution can be expressed 
as the ratio of the water vapor pressures over the LiBr solution and 
over pure water (p/pw). Figure 1 shows results of vapor pressure 
calculations for the LiBr+H2O solution as a function of LiBr molality at 
25 C. It is obtained very good agreement with the literature data 
proposed by Pennington.
46,47
 Similarly, Figure 2 shows the mean 
activity coefficient calculations for the LiBr+H2O solution as a function 
of LiBr molality at 25 C. The calculated values are compared with the 
literature data.
41
 The agreement with literature data of vapor pressure 
and mean activity coefficient data indicates that the method proposed 
by Meissner and Kusik correctly reproduces activities of solution 
species. Thus, activities can be used with confidence in the calculation 
of the equilibrium conditions. 
All the electrochemical and chemical equilibria are calculated using a 
new software developed in a previous work.
48
 
Three types of diagrams are constructed: 1) predominance diagrams of 
the aqueous iron species (showing only the stable aqueous species 
containing iron), 2) potential-pH diagrams of iron (showing all the 
stable species containing iron), and 3) simplified potential-pH diagrams 
of iron (showing only the areas of corrosion, alkaline corrosion, 
immunity, and passivation). 
All diagrams are drawn using Autocad software. 
RESULTS 
Figures 3-7 show the predominance diagrams of the aqueous iron 
species at 25 C in the absence (Figure 3) and in the presence of LiBr 
solutions with concentrations of 400 g/L (Figure 4), 700 g/L (Figure 5), 
850 g/L (Figure 6), and 992 g/L (Figure 7). Only equilibria between 
aqueous species involving iron are shown in the lines on the diagrams. 
Figures 8-12 show the potential-pH diagrams of iron in H2O at 25 C in 
the absence (Figure 8) and in the presence of LiBr solutions with 
concentrations of 400 g/L (Figure 9), 700 g/L (Figure 10), 850 g/L 
(Figure 11), and 992 g/L (Figure 12). Equilibria between aqueous 
and/or solid species involving iron are shown in the lines on the 
diagrams. All the diagrams are constructed considering activity values 









Table 6 shows the thermodynamic stability of the species containing 
iron for the Fe-Br
–
-H2O system in concentrated aqueous LiBr solutions 
at 25 C. Marked species in Table 6 appear in the diagrams shown in 
Figures 1-10 at some LiBr concentration. 
Figure 13 shows the simplified potential-pH diagrams of iron in H2O at 
25 C in the absence (Figure 13a) and in the presence of 400 g/L 
(Figure 13b), 700 g/L (Figure 13c), 850 g/L (Figure 13d), and 992 g/L 
(Figure 13e) LiBr solutions. All the diagrams in Figure 13 are 
constructed considering an activity value of the aqueous iron species 
of 10
–6
. The stability regions of the iron species are not shown in the 
simplified potential-pH diagrams, and they only show the areas of 
corrosion, alkaline corrosion, immunity, and passivation. The corrosion 
and alkaline corrosion areas are shaded to differentiate them from 
immunity and passivation areas. 
In Figures 3-13 there are two broken lines, “a” and “b”, which delimit 
the stability region of H2O at a partial pressure of the gaseous species 
equal to 1 atm. Line “a” shows the equilibrium between H2O and 
oxygen and line “b” shows the equilibrium between H2O and hydrogen. 
The potential values reported in this work are always related to the 
standard hydrogen electrode (SHE), which is considered to be zero at 
25 C. 
The potential-pH diagrams of iron in aqueous LiBr solutions with 
concentrations of 400 g/L, 700 g/L, 850 g/L, and 992 g/L at 25 C are 
original in this work and they have not been reported in the literature. 
DISCUSSION 
Predominance diagrams of the aqueous iron species 
in concentrated aqueous LiBr solutions 
Predominance diagram of the aqueous iron species at 25 C (Figure 3) 
shows the stability area of aqueous iron species, considering oxidation 









. The stable iron 









. Finally, the only stable iron species with 
oxidation number VI is FeO4
–2
. 
Predominance diagrams of the aqueous iron species in LiBr solutions 
with concentrations of 400 g/L, 700 g/L, 850 g/L, and 992 g/L at 25 C 
(Figures 4-7, respectively) show that Fe
+2
 is not stable and FeBr2(aq) is 
the stable aqueous iron species with oxidation number II at acid pH, 
whose stability area extends to neutral and weak alkaline pH. For 
oxidation number III, Fe
+3
 is not stable and FeBr3(aq) is the stable 
aqueous iron species at acid pH. 





 and FeBr2(aq). Equation (3) shows the equilibrium constant (K) at 



















Aqueous FeBr2(aq) is formed at a Br
–
 ion activity higher than 13.81, 
which is happening in all the aqueous LiBr solutions studied in this 
work. Therefore, FeBr2(aq) is the stable species. 
The increase in the LiBr concentration (i.e. the increase in the Br
–
 ion 
activity and the decrease in the H2O activity) from 400 g/L to 992 g/L 
extends the predominance area of FeBr2(aq) to higher pH. This is due 
to the destabilization of aqueous FeOH
+
, which is not stable for LiBr 
concentrations of 700 g/L, 850 g/L, and 992 g/L, as shown in Figures 5-
7, respectively. 





 and FeBr3(aq). Equation (5) shows the equilibrium constant (K) at 



















Aqueous FeBr3(aq) is formed at a Br
–
 ion activity higher than 5.60. For 
all the aqueous LiBr solutions studied, Br
–
 ion activity is higher than this 
value and therefore, FeBr3(aq) is the stable species. 
The predominance area of FeBr3(aq) extends to higher pH with 







 is not stable for 
all the LiBr concentrations studied and Fe(OH)2
+
 is not stable for a LiBr 
concentration of 992 g/L, as shown in Figure 7. 
Potential-pH diagrams of iron in concentrated 
aqueous LiBr solutions 
Potential-pH diagram of iron in H2O at 25 C (Figure 8) shows that the 
stability area of iron (i.e. immunity area) is situated below the broken 
line “b”, which correspond to the equilibrium between H2O and 
hydrogen. It significates that iron is a very reactive metal. 
Iron can oxidize to form iron species with oxidation number II: aqueous 
Fe
+2
, solid Fe(OH)2(s), and aqueous Fe(OH)4
–2
. For an activity value of 




 forms a corrosion area 
at acid, neutral, and weak alkaline pH, solid Fe(OH)2(s) forms a 
passivation area at alkaline pH, and aqueous Fe(OH)4
–2
 forms an 
alkaline corrosion area at very strong alkaline pH. Electrochemical 
equilibrium potential between iron and Fe
+2
 shifts to a higher value 
with an increase in the Fe
+2




, decreasing the 
corrosion area of Fe
+2
 and increasing the immunity area of the iron. 
Electrochemical equilibrium between iron and Fe(OH)4
–2
 shifts to both 
higher pH values and potentials with the increase in the Fe(OH)4
–2
 
activity, decreasing the alkaline corrosion area of Fe(OH)4
–2
 and 
increasing the immunity area of the iron. Finally, the size of the 
passivation area of Fe(OH)2(s) increases with an increase in the activity 




, because it results in a 
lower pH value for the chemical equilibrium between Fe
+2
 and 
Fe(OH)2(s) and a higher pH value for the chemical equilibrium between 
Fe(OH)2(s) and Fe(OH)4
–2
. Consequently, the corrosion area of Fe
+2
 and 
the alkaline corrosion area of Fe(OH)4
–2
 decrease with the increase in 
the activity of the aqueous iron species. 
For alkaline solutions, Fe (II) species (Fe
+2
, Fe(OH)2(s) and Fe(OH)4
–2
) 










) and the solid compound 
Fe3O4 can oxidize to form the iron species with oxidation number III: 
aqueous Fe
+3
, solid Fe2O3, and aqueous Fe(OH)4
–
. Considering an 




 forms a 
corrosion area at acid pH, solid Fe2O3 forms a wide passivation area, 
and aqueous Fe(OH)4
–
 forms an alkaline corrosion area at very strong 





 results in a decrease of the pH for the 
chemical equilibrium between Fe
+3
 and Fe2O3, and an increase of the 
pH for the chemical equilibrium between Fe2O3 and Fe(OH)4
–
. 
Consequently, the size of the passivation area of Fe2O3 increases with 
the increase in the activity of the aqueous iron species, decreasing the 
corrosion area of Fe
+3
 and the alkaline corrosion area of Fe(OH)4
–
. 
Fe (III) species (aqueous Fe
+3
, solid Fe2O3, and aqueous Fe(OH)4
–
) can 
oxidize to form aqueous FeO4
–2
 species with oxidation number VI, 
which creates a corrosion area at high potentials. The equilibrium 
between Fe2O3 and FeO4
–2
 shifts to both higher pH values and 
potentials with an increase in the FeO4
–2





Consequently, the size of the corrosion area of FeO4
–2
 at high 
potentials decreases with the increase in the activity of the aqueous 
iron species, increasing the passivation area of Fe2O3. 
Comparison of the potential-pH diagram of iron in H2O at 25 C in 
Figure 8 with the potential-pH diagrams of iron in aqueous LiBr 
solutions with concentrations of 400 g/L, 700 g/L, 850 g/L, and 992 g/L 
at 25 C (Figures 9-12, respectively) shows that the corrosion area at 
acid, neutral, and weak alkaline pH extends to lower potentials and 
higher pH values with increasing LiBr concentration (i.e. increasing Br
–
 
activity and decreasing H2O activity), as a result of formation of the 
aqueous species FeBr2(aq) and FeBr3(aq) and destabilization of the 
solid species Fe, Fe(OH)2(s), Fe3O4, and Fe2O3. 
Equation (6) shows the electrochemical reaction not involving H
+
 
between Fe and aqueous FeBr2(aq), with the equilibrium potential 





  Fe  















Considering an activity value of the aqueous iron species of 10
–6
, Fe 
corrodes to form aqueous FeBr2(aq) at a potential value higher than     
– 0.657 VSHE, – 0.722 VSHE, – 0.752 VSHE, and – 0.782 VSHE in aqueous 
LiBr solutions with concentrations of 400 g/L, 700 g/L, 850 g/L, and 992 
g/L, respectively, as shown in Figures 9-12. For each LiBr concentration, 




 results in an 
increase of potential value for the equilibrium between Fe and 
aqueous FeBr2(aq). In the absence of aqueous LiBr solutions, Fe 
corrodes to form aqueous Fe
+2
 at a potential higher than – 0.654 VSHE 
for aqueous Fe
+2
 activity of 10
–6
, as shown in Figure 8. 
Equation (8) shows the chemical reaction involving H
+
 between 
aqueous FeBr2(aq) and solid Fe(OH)2(s). Equation (9) shows the 
equilibrium pH at 25 C for this reaction: 
  (s)Fe(OH)2OH2(aq)FeBr 22  










10.735O)(Hlog2 2   
Considering an activity value of the aqueous iron species of 10
–6
, the 
formation of solid Fe(OH)2(s) from aqueous FeBr2(aq) occurs at a pH 
value higher than 9.71 in aqueous LiBr solutions with concentration of 





 results in a decrease of the pH value for the chemical 
equilibrium between aqueous FeBr2(aq) and solid Fe(OH)2(s). For 
aqueous LiBr solutions with concentrations of 700 g/L, 850 g/L, and 
992 g/L, Fe(OH)2(s) is not stable, as shown in Figures 10-12. In the 
absence of aqueous LiBr solutions, Fe(OH)2(s) is formed from Fe
+2
 at a 
pH value higher than 9.51 for aqueous Fe
+2
 activity of 10
–6
 and a water 
activity of 1, as shown in Figure 8. 
Equation (10) shows the electrochemical reaction involving H
+
 between 
aqueous FeBr2(aq) and solid Fe3O4, with the equilibrium potential given 
by Nernst equation at 25 C, as shown Equation (11): 























For each value of the aqueous FeBr2(aq) activity, the electrochemical 
equilibrium between aqueous FeBr2(aq) and solid Fe3O4 shifts to both 
higher potentials and pH values with the increase of LiBr 
concentration, as shown in Figures 9-12. In the absence of aqueous 
LiBr solution, solid Fe3O4 is formed from aqueous Fe
+2
, as shown in 
Figure 8. 
Solid Fe2O3 can be formed from aqueous FeBr2(aq) or FeBr3(aq). 
Equation (12) shows the electrochemical reaction involving H
+
 between 
aqueous FeBr2(aq) and solid Fe2O3, with the equilibrium potential given 
by Nernst equation at 25 C, as shown in Equation (13): 


  e2H6Br432OFe  
(12)OH3(aq)FeBr2 22   

















For each value of the aqueous FeBr2(aq) activity, the electrochemical 
equilibrium between aqueous FeBr2(aq) and solid Fe2O3 shifts at both 
higher potentials and pH values when the LiBr concentration increases, 
as shown in Figures 9-12. In the absence of aqueous LiBr solutions, 
Fe2O3 is formed from aqueous Fe
+2
, as shown in Figure 8. 
Equation (14) shows the chemical reaction involving H
+
 between 
aqueous FeBr3(aq) and solid Fe2O3. Equation (15) shows the 
equilibrium pH at 25 C for this reaction: 
  32OFeOH3(aq)FeBr2 23  










4.064O)(Hlog3 2   
For an aqueous FeBr3(aq) activity of 10
–6
, the formation of solid Fe2O3 
from aqueous FeBr3(aq) occurs at a pH value higher than 2.59, 3.84, 
4.47, and 5.10 in aqueous LiBr solutions with concentrations of 400 
g/L, 700 g/L, 850 g/L, and 992 g/L, respectively, as shown in Figures 9-




 results in 
a decrease of the pH value for the chemical equilibrium between 
aqueous FeBr3(aq) and solid Fe2O3. In the absence of aqueous LiBr 
solutions, Fe2O3 is formed from aqueous Fe
+3
, as shown in Figure 8. 





 at very strong alkaline pH shifts to both higher potentials and 
pH values with the increase of LiBr concentration from 400 g/L to 992 
g/L, as shown in Figures 9-12. The aqueous Fe(OH)4
–
 species only 
appears in the potential-pH diagram of iron in aqueous LiBr solutions 





 (Figure 9) and it disappears in the potential-pH 
diagrams of iron in aqueous LiBr solutions with concentrations of 700 
g/L, 850 g/L, and 992 g/L (Figures 10-12). 
The stable Fe (III) species in the presence of aqueous LiBr solutions 
with concentrations of 400 g/L, 700 g/L, 850 g/L, and 992 g/L are 
aqueous FeBr3(aq), solid Fe2O3, and aqueous Fe(OH)4
–
). These species 
can oxidize to form aqueous FeO4
–2
, which creates a corrosion area at 
high potentials. The oxidation of aqueous FeBr3(aq) or solid Fe2O3 to 
form aqueous FeO4
–2
 occurs at both higher potentials and pH values 
with increasing LiBr concentration from 400 g/L to 992 g/L, as shown in 
Figures 9-12. The oxidation of aqueous Fe(OH)4
–
 to form aqueous 
FeO4
–2
 is independent of the H2O activity and therefore, it not depends 
on the LiBr concentration. Consequently, the size of the corrosion area 
at high potentials decreases slightly with increasing LiBr concentration. 
Simplified potential-pH diagrams of iron in 
concentrated aqueous LiBr solutions 
Figure 13 shows the effect of LiBr concentration on the simplified 
potential-pH diagrams of iron in H2O at 25 C. It is observed that the 
corrosion area at acid, neutral, and weak alkaline pH shifts to lower 
potentials and higher pH values with the increase of LiBr 
concentration. The corrosion area at high potentials decreases slightly 
with the increase of LiBr concentration. The alkaline corrosion area 
shifts to both higher potentials and higher pH values with increasing 
LiBr concentration. On the other hand, the immunity and the 
passivation areas decrease with increasing LiBr concentration. 
Potential-pH diagrams of iron in aqueous LiBr solutions with 
concentration of 400 g/L, 700 g/L, 850 g/L, and 992 g/L at 25 C, 
showing the areas of corrosion, alkaline corrosion, immunity, and 
passivation, could be an useful tool to better understand the corrosion 
behaviour of stainless steels in absorption machines, in which the iron 




Potential-pH diagrams of iron have been developed in aqueous LiBr 
solutions with concentrations of 400 g/L, 700 g/L, 850 g/L, and 992 g/L 
at 25 C, in similar conditions to those existing in the LiBr absorption 
machines. These diagrams could be an useful tool to predict and study 
the corrosion behavior of stainless steels in absorption machines, in 
which the iron is the main component. Comparison of the potential-pH 
diagrams of iron in the absence and the presence of concentrated 
aqueous LiBr solutions indicates that: 
 The corrosion area at acid, neutral, and weak alkaline pH extends 
to lower potentials and higher pH values with the increase of LiBr 
concentration, as a result of formation of the aqueous species 
FeBr2(aq) and FeBr3(aq) and destabilization of the solid species Fe, 
Fe(OH)2(s), Fe3O4, and Fe2O3. 





 at very strong alkaline pH shifts to both higher 
potentials and higher pH values with increasing LiBr 
concentration. 
 The corrosion area at high potentials due to the aqueous species 
FeO4
–2
 decreases slightly with increasing LiBr concentration. 
 An increase in the LiBr concentration results in a decrease of the 
immunity area of the iron and the passivation area due to the 
solid species Fe(OH)2(s), Fe3O4, and Fe2O3. 
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FIGURE 1. Saturated vapor pressures of aqueous LiBr solutions as a 
function of LiBr molality at 25 C. The line is obtained from the 
thermodynamic method proposed by Meissner and Kusik and the 
symbols represent literature data.
46,47
 
FIGURE 2. Mean activity coefficient of aqueous LiBr solutions as a 
function of LiBr molality at 25 C. The line is obtained from the 
thermodynamic method proposed by Meissner and Kusik and the 
symbols represent literature data.
41
 
FIGURE 3. Predominance diagram of the aqueous iron species at 25 C. 
FIGURE 4. Predominance diagram of the aqueous iron species in 400 
g/L LiBr solution at 25 C. 
FIGURE 5. Predominance diagram of the aqueous iron species in 700 
g/L LiBr solution at 25 C. 
FIGURE 6. Predominance diagram of the aqueous iron species in 850 
g/L LiBr solution at 25 C. 
FIGURE 7. Predominance diagram of the aqueous iron species in 992 
g/L LiBr solution at 25 C. 
FIGURE 8. Potential-pH diagram of iron in H2O at 25 C. 
FIGURE 9. Potential-pH diagram of iron in aqueous 400 g/L LiBr 
solution at 25 C. 
FIGURE 10. Potential-pH diagram of iron in aqueous 700 g/L LiBr 
solution at 25 C. 
FIGURE 11. Potential-pH diagram of iron in aqueous 850 g/L LiBr 
solution at 25 C. 
FIGURE 12. Potential-pH diagram of iron in aqueous 992 g/L LiBr 
solution at 25 C. 
FIGURE 13. Simplified potential-pH diagram of iron in H2O at 25 C (a) 
in the absence and in the presence of (b) 400 g/L, (c) 700 g/L, (d) 850 
g/L, and (e) 992 g/L LiBr solutions, considering a 10
–6
 activity of the 
aqueous iron species. 
 
TABLE CAPTIONS 
TABLE 1. Chemical species for the Fe-Br
–
-H2O system. 
TABLE 2. Electrochemical reactions not involving H
+






TABLE 3. Electrochemical reactions involving H
+






TABLE 3. Electrochemical reactions involving H
+
 for the Fe-Br
–
-H2O 
system (continuation 1). 
TABLE 3. Electrochemical reactions involving H
+
 for the Fe-Br
–
-H2O 
system (continuation 2). 
TABLE 3. Electrochemical reactions involving H
+
 for the Fe-Br
–
-H2O 
system (continuation 3). 
TABLE 4. Chemical reactions involving H
+





TABLE 4. Chemical reactions involving H
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TABLE 5. Chemical reactions not involving H
+






TABLE 6. Thermodynamic stability of iron species for the Fe-Br
–
-H2O 




















































































































































































































































































































































































































































































































































































































































































































































































































































































































































































Species Oxidation number(A) State(B) Gf (kJ/mol)
(C) References 
H+  aq 0 40, 41 
H2  g 0 40, 41 
O2  g 0 40, 41 
H2O  l – 237.178 40, 41 
OH–  aq – 157.293 40, 41 
Fe 0 s 0 42 
Fe(OH)2(s) II s – 491.98 42 
-Fe3O4 II/III s – 1012.57 42 
Fe(OH)3(s) III s – 705.29 42 
-FeOOH III s – 485.3 42 
-Fe2O3 III s – 744.3 42 
Fe+2 II aq – 91.88 42 
FeOH+ II aq – 270.80 42 
Fe(OH)2(aq) II aq – 447.43 42 
Fe(OH)3
– II aq – 612.65 42 
Fe(OH)4
–2 II aq – 775.87 42 
Fe+3 III aq – 17.59 42 
FeOH+2 III aq – 242.23 42 
Fe(OH)2
+ III aq – 459.50 42 
Fe(OH)3(aq) III aq – 660.51 42 
Fe(OH)4
– III aq – 842.85 42 
FeO4
–2 VI aq – 322 42 
Br–  aq – 103.97 40, 41 
FeBr2(s) II s – 237.375 40, 41 
FeBr3(s) III s – 242.919 40 
FeBr2(aq) II aq – 286.81 40, 41 
FeBr+2 III aq – 112.1 40 
FeBr3(aq) III aq – 316.7 40, 41 
 
(A) Oxidation number for the iron species. 
(B) aq = aqueous, g = gas, l = liquid, and s = solid. 
(C) Gf = standard Gibbs free energies of formation at 25 C. 
Type Equation Number 
Homogeneous 
Fe+3  +  e–  

   Fe
+2 1 
 
FeBr+2  +  e–  

   Fe
+2  +  Br– 2 
 
FeBr3(aq)  +  e
–  

   Fe
+2  +  3 Br– 3 
 
FeOH+2  +  e–  





+  +  e–  

   Fe(OH)2(aq) 
5 
 
Fe(OH)3(aq)  +  e
–  





–  +  e–  

   Fe(OH)4
–2 7 
 
Fe+3  +  2 Br–  +  e–  

   FeBr2(aq) 
8 
 
FeBr+2  +  Br–  +  e–  

   FeBr2(aq) 
9 
 
FeBr3(aq)  +  e
–  

   FeBr2(aq)  +  Br
– 10 
   
Heterogeneous with 
two solid species 
FeBr2(s)  +  2 e
–  

   Fe  +  2 Br
– 11 
FeBr3(s)  +  3 e
–  

   Fe  +  3 Br
– 12 
FeBr3(s)  +  e
–  

   FeBr2(s)  +  Br
– 13 
   
Heterogeneous with 
one solid species 
Fe+2  +  2 e–  

   Fe 
14 
Fe+3  +  3 e–  

   Fe 
15 
FeBr2(aq)  +  2 e
–  

   Fe  +  2 Br
– 16 
FeBr+2  +  3 e–  

   Fe  +  Br
– 17 
FeBr3(aq)  +  3 e
–  

   Fe  +  3 Br
– 18 
Fe(OH)2
+  +  e–  

   Fe(OH)2(s) 
19 
Fe(OH)3(s)  +  e
–  

   Fe(OH)3
– 20 
FeOOH  +  H2O  +  e
–  

   Fe(OH)3
– 21 
Fe2O3  +  3 H2O  +  2 e
–  

   2 Fe(OH)3
– 22 
FeBr3(s)  +  e
–  

   Fe
+2  +  3 Br– 23 
Fe+3  +  2 Br–  +  e–  

   FeBr2(s) 
24 
FeBr+2  +  Br–  +  e–  

   FeBr2(s) 
25 
FeBr3(aq)  +  e
–  

   FeBr2(s)  +  Br
– 26 
FeBr3(s)  +  e
–  

   FeBr2(aq)  +  Br
– 27 
 
(A) Solid species are typed in bold letters. Reactions used for the construction of the potential-pH diagram for the simple Fe-H2O 
system are shaded. 
 
Type Equation Number 
Homogeneous 
FeOH+2  +  H+  +  e–  

   Fe
+2  +  H2O 28 
 
Fe(OH)2
+  +  2 H+  +  e–  

   Fe
+2  +  2 H2O 29 
 
Fe(OH)3(aq)  +  3 H
+  +  e–  

   Fe
+2  +  3 H2O 30 
 
Fe(OH)4
–  +  4 H+  +  e–  

   Fe
+2  +  4 H2O 31 
 
FeO4
–2  +  8 H+  +  4 e–  

   Fe
+2  +  4 H2O 32 
 
Fe+3  +  H2O  +  e
–  

   FeOH
+  +  H+ 33 
 
Fe(OH)2
+  +  H+  +  e–  

   FeOH
+  +  H2O 34 
 
Fe(OH)3(aq)  +  2 H
+  +  e–  

   FeOH
+  +  2 H2O 35 
 
Fe(OH)4
–  +  3 H+  +  e–  

   FeOH
+  +  3 H2O 36 
 
FeO4
–2  +  7 H+  +  4 e–  

   FeOH
+  +  3 H2O 37 
 
FeBr+2  +  H2O  +  e
–  

   FeOH
+  +  Br–  +  H+ 38 
 
FeBr3(aq)  +  H2O  +  e
–  

   FeOH
+  +  3 Br–  +  H+ 39 
 
Fe+3  +  2 H2O  +  e
–  

   Fe(OH)2(aq)  +  2 H
+ 40 
 
FeOH+2  +  H2O  +  e
–  

   Fe(OH)2(aq)  +  H
+ 41 
 
Fe(OH)3(aq)  +  H
+  +  e–  





–  +  2 H+  +  e–  





–2  +  6 H+  +  4e–  

   Fe(OH)2(aq)  +  2 H2O 
44 
 
FeBr+2  +  2 H2O  +  e
–  

   Fe(OH)2(aq)  +  Br
–  +  2 H+ 45 
 
FeBr3(aq)  +  2 H2O  +  e
–  

   Fe(OH)2(aq)  +  3 Br
–  +  2 H+ 46 
 
Fe+3  +  3 H2O  +  e
–  

   Fe(OH)3
–  +  3 H+ 47 
 
FeOH+2  +  2 H2O  +  e
–  

   Fe(OH)3
–  +  2 H+ 48 
 
Fe(OH)2
+  +  H2O  +  e
–  

   Fe(OH)3
–  +  H+ 49 
 
Fe(OH)4
–  +  H+  +  e–  

   Fe(OH)3
–  +  H2O 50 
 
FeO4
–2  +  5 H+  +  4 e–  

   Fe(OH)3
–  +  H2O 51 
 
FeBr+2  +  3 H2O  +  e
–  

   Fe(OH)3
–  +  Br–  +  3 H+ 52 
 
FeBr3(aq)  +  3 H2O  +  e
–  

   Fe(OH)3
–  + 3 Br–  +  3 H+ 53 
 
Fe+3  +  4 H2O  +  e
–  

   Fe(OH)4
–2  +  4 H+ 54 
 
FeOH+2  +  3 H2O  +  e
–  

   Fe(OH)4
–2  +  3 H+ 55 
 
Fe(OH)2
+  +  2 H2O  +  e
–  

   Fe(OH)4
–2  +  2 H+ 56 
 
Fe(OH)3(aq)  +  H2O  +  e
– 

   Fe(OH)4
–2  +  H+ 57 
 
FeO4
–2  +  4 H+  +  4 e–  

   Fe(OH)4
–2 58 
 
FeBr+2  +  4 H2O  +  e
–  

   Fe(OH)4
–2  +  Br–  +  4 H+ 59 
 
Type Equation Number 
Homogeneous 
FeBr3(aq)  +  4 H2O  +  e
–  

   Fe(OH)4
–2  +  3 Br–  +  4 H+ 60 
 
FeO4
–2  +  8 H+  +  3 e–  

   Fe
+3  +  4 H2O 61 
 
FeO4
–2  +  7 H+  +  3 e–  

   FeOH
+2  +  3 H2O 62 
 
FeOH+2  +  2 Br–  +  H+  +  e–  





–2  +  6 H+  +  3 e–  

   Fe(OH)2
+  +  2 H2O 64 
 
Fe(OH)2
+  +  2 Br–  +  2 H+  +  e–  





–2  +  5 H+  +  3 e–  

   Fe(OH)3(aq)  +  H2O 
66 
 
Fe(OH)3(aq)  +  2 Br
–  +  3 H+  +  e–  





–2  +  4 H+  +  3 e–  





–  +  2 Br–  +  4 H+  +  e–  





–2  +  2 Br–  +  8 H+  +  4 e– 





–2  +  Br–  +  8 H+  +  3 e–  

   FeBr
+2  +  4 H2O 71 
 
FeO4
–2  +  3 Br–  +  8 H+  +  3 e–  

   FeBr3(aq)  +  4 H2O 
72 
   
Heterogeneous with 
two solid species 
Fe(OH)2(s)  +  2 H
+  +  2 e–  

   Fe  +  2 H2O 
73 
Fe3O4  +  8 H
+  +  8 e–  

   3 Fe  +  4 H2O 
74 
Fe(OH)3(s)  +  3 H
+  +  3 e–  

   Fe  +  3 H2O 
75 
FeOOH  +  3 H+  +  3 e–  

   Fe  +  2 H2O 
76 
Fe2O3  +  6 H
+  +  6 e–  

   2 Fe  +  3 H2O 
77 
Fe3O4  +  2 H
+  +  2 H2O  +  2 e
–  

   3 Fe(OH)2(s) 
78 
Fe(OH)3(s)  +  H
+  +  e–  

   Fe(OH)2(s)  +  H2O 
79 
FeOOH  +  H+  +  e–  

   Fe(OH)2(s) 
80 
Fe2O3  +  2 H
+  +  H2O  +  2e
–  

   2 Fe(OH)2(s) 
81 
FeBr3(s)  +  2 H2O  +  e
–  

   Fe(OH)2(s)  +  3 Br
–  +  2 H+ 82 
3 Fe(OH)3(s)  +  H
+  +  e–  

   Fe3O4  +  5 H2O 
83 
3 FeOOH  +  H+  +  e–  

   Fe3O4  +  2 H2O 
84 
3 Fe2O3  +  2 H
+  +  2e–  

  2 Fe3O4  +  H2O 
85 
Fe3O4  +  6 Br
–  +  8 H+  +  2 e–  

   3 FeBr2(s)  +  4 H2O 
86 
3 FeBr3(s)  +  4 H2O  +  e
–  

   Fe3O4  +  9 Br
–  +  8 H+ 87 
Fe(OH)3(s)  +  2 Br
–  +  3 H+  +  e–  

   FeBr2(s)  +  3 H2O 
88 
FeOOH  +  2 Br–  +  3 H+  +  e–  

   FeBr2(s)  +  2 H2O 
89 
Fe2O3  +  4 Br
–  +  6 H+  +  2 e–  

   2 FeBr2(s)  +  3 H2O 
90 
 
Type Equation Number 
Heterogeneous with 
one solid species 
FeOH+  +  H+  +  2 e–  

   Fe  +  H2O 
91 
Fe(OH)2(aq)  +  2 H
+  +  2 e–  

   Fe  +  2 H2O 
92 
Fe(OH)3
–  +  3 H+  +  2 e–  





–2  +  4 H+  +  2 e–  

   Fe  +  4 H2O 
94 
 
FeOH+2  +  H+  +  3 e–  





+  +  2 H+  +  3 e–  

   Fe  +  2 H2O 
96 
 
Fe(OH)3(aq)  +  3 H
+  +  3 e–  





–  +  4 H+  +  3 e–  





–2  +  8 H+  +  6 e–  

   Fe  +  4 H2O 
99 
 
Fe+3  +  2 H2O  +  e
–  

   Fe(OH)2(s)  +  2 H
+ 100 
 
FeOH+2  +  H2O  +  e
–  

   Fe(OH)2(s)  +  H
+ 101 
 
Fe(OH)3(aq)  +  H
+  +  e–  





–  +  2 H+  +  e–  





–2  +  6 H+  +  4 e–  

   Fe(OH)2(s)  +  2 H2O 
104 
FeBr+2  +  2 H2O  +  e
–  

   Fe(OH)2(s)  +  Br
–  +  2 H+ 105 
FeBr3(aq)  +  2 H2O  +  e
–  

   Fe(OH)2(s)  +  3 Br
–  +  2 H+ 106 
Fe3O4  +  8 H
+  +  2 e–  

   3 Fe
+2  +  4 H2O 107 
Fe3O4  +  5 H
+  +  2 e–  

   3 FeOH
+  +  H2O 108 
Fe3O4  +  2 H
+  +  2 H2O  +  2 e
–  

   3 Fe(OH)2(aq) 
109 
Fe3O4  +  5 H2O  +  2 e
–  

   3 Fe(OH)3
–  +  H+ 110 
Fe3O4  +  8 H2O  +  2 e
–  

   3 Fe(OH)4
–2  +  4 H+ 111 
3 Fe+3  +  4 H2O  +  e
–  

   Fe3O4  +  8 H
+ 112 
3 FeOH+2  +  H2O  + e
–  

   Fe3O4  +  5 H
+ 113 
3 Fe(OH)2
+  +  e–  

   Fe3O4  +  2 H
+  +  2 H2O 114 
3 Fe(OH)3(aq)  +  H
+  +  e–  

   Fe3O4  +  5 H2O 
115 
3 Fe(OH)4
–  +  4 H+  +  e–  

   Fe3O4  +  8 H2O 
116 
3 FeO4
–2  +  16 H+  +  10 e–  

   Fe3O4  +  8 H2O 
117 
Fe3O4  +  6 Br
–  +  8 H+  +  2e–  

   3 FeBr2(aq)  +  4 H2O 
118 
3 FeBr+2  +  4 H2O  +  e
–  

   Fe3O4  +  3 Br
–  +  8 H+ 119 
3 FeBr3(aq)  +  4 H2O  +  e
–  

   Fe3O4  +  9 Br
–  +  8 H+ 120 
Fe(OH)3(s)  +  3 H
+  +  e–  

   Fe
+2  +  3 H2O 121 
Fe(OH)3(s)  +  2 H
+  +  e–  

   FeOH
+  +  2 H2O 122 
 
Type Equation Number 
Heterogeneous with 
one solid species 
Fe(OH)3(s)  +  H
+  +  e–  

   Fe(OH)2(aq)  +  H2O 
123 
Fe(OH)3(s)  +  H2O  +  e
–  

   Fe(OH)4
–2  +  H+ 124 
FeO4
–2  +  5 H+  +  3 e–  

   Fe(OH)3(s)  +  H2O 
125 
 
Fe(OH)3(s)  +  2 Br
–  +  3 H+  +  e–  

   FeBr2 (aq)  +  3 H2O 
126 
 
FeOOH  +  3 H+  +  e–  

   Fe
+2  +  2 H2O 127 
 
FeOOH  +  2 H+  +  e–  

   FeOH
+  +  H2O 128 
 
FeOOH  +  H+  +  e–  

   Fe(OH)2(aq) 
129 
 
FeOOH  +  2 H2O  +  e
–  

   Fe(OH)4
–2  +  H+ 130 
 
FeO4
–2  +  5 H+  +  3 e–  

   FeOOH  +  2 H2O 
131 
 
FeOOH  +  2 Br–  +  3 H+  +  e–  

   FeBr2(aq)  +  2 H2O 
132 
 
Fe2O3  +  6 H
+  +  2 e–  

   2 Fe
+2  +  3 H2O 133 
 
Fe2O3  +  4 H
+  +  2 e–  

   2 FeOH
+  +  H2O 134 
 
Fe2O3  +  2 H
+  +  H2O  +  2 e
–  

   2 Fe(OH)2(aq) 
135 
 
Fe2O3  +  5 H2O  +  2 e
–  

   2 Fe(OH)4
–2  +  2 H+ 136 
2 FeO4
–2  +  10 H+  +  6 e–  

   Fe2O3  +  5 H2O 
137 
Fe2O3  +  4 Br
–  +  6 H+   +  2 e–  

   2 FeBr2(aq)  +  3 H2O 
138 
FeBr3(s)  +  H2O  +  e
–  

   FeOH
+  +  3 Br–  +  H+ 139 
FeBr3(s)  +  2 H2O  +  e
–  

   Fe(OH)2(aq)  +  3 Br
–  +  2 H+ 140 
FeBr3(s)  +  3 H2O  +  e
–  

   Fe(OH)3
–  +  3 Br–  +  3 H+ 141 
FeBr3(s)  +  4 H2O  +  e
–  

   Fe(OH)4
–2  +  3 Br–  +  4 H+ 142 
FeOH+2  +  2 Br–  +  H+  +  e–  

   FeBr2(s)  +  H2O 
143 
Fe(OH)2
+  +  2 Br–  +  2 H+  +  e–  

   FeBr2(s)  +  2 H2O 
144 
Fe(OH)3(aq)  +  2 Br
–  +  3 H+  +  e–  

   FeBr2(s)  +  3 H2O 
145 
Fe(OH)4
–  +  2 Br–  +  4 H+  +  e–  

   FeBr2(s)  +  4 H2O 
146 
FeO4
–2  +  2 Br–  +  8 H+  +  4 e–  

   FeBr2(s)  +  4 H2O 
147 
FeO4
–2  +  3 Br–  +  8 H+  +  3 e–  

   FeBr3(s)  +  4 H2O 
148 
 
(A) Solid species are typed in bold letters. Reactions used for the construction of the potential-pH diagram for the simple Fe-H2O 
system are shaded. 
 
Type Equation Number 
Homogeneous 
Fe+2  +  H2O  

   FeOH
+  +  H+ 149 
 
Fe+2  +  2 H2O  

   Fe(OH)2(aq)  +  2 H
+ 150 
 
Fe+2  +  3 H2O  

   Fe(OH)3
–  +  3 H+ 151 
 
Fe+2  +  4 H2O  

   Fe(OH)4
–2  +  4 H+ 152 
 
FeOH+  +  H2O  

   Fe(OH)2(aq)  +  H
+ 153 
 
FeOH+  +  2 H2O  

   Fe(OH)3
–  +  2 H+ 154 
 
FeOH+  +  3 H2O  

   Fe(OH)4
–2  +  3 H+ 155 
 
FeBr2(aq)  +  H2O  

   FeOH
+  +  2 Br–  +  H+ 156 
 
Fe(OH)2(aq)  +  H2O  

   Fe(OH)3
–  +  H+ 157 
 
Fe(OH)2(aq)  +  2 H2O  

   Fe(OH)4
–2  +  2 H+ 158 
 
FeBr2(aq)  +  2 H2O  

   Fe(OH)2(aq)  +  2 Br
–  +  2 H+ 159 
 
Fe(OH)3
–  +  H2O  

   Fe(OH)4
–2  +  H+ 160 
 
FeBr2(aq)  +  3 H2O  

   Fe(OH)3
–  +  2 Br–  +  3 H+ 161 
 
FeBr2(aq)  +  4 H2O  

   Fe(OH)4
–2  +  2 Br–  +  4 H+ 162 
 
Fe+3  +  H2O  

   FeOH
+2  +  H+ 163 
 
Fe+3  +  2 H2O  

   Fe(OH)2
+  +  2 H+ 164 
 
Fe+3  +  3 H2O  

   Fe(OH)3(aq)  +  3 H
+ 165 
 
Fe+3  +  4 H2O  

   Fe(OH)4
–  +  4 H+ 166 
 
FeOH+2  +  H2O  

   Fe(OH)2
+  +  H+ 167 
 
FeOH+2  +  2 H2O  

   Fe(OH)3(aq)  +  2 H
+ 168 
 
FeOH+2  +  3 H2O  

   Fe(OH)4
–  +  3 H+ 169 
 
FeBr+2  +  H2O  

   FeOH
+2  +  Br–  +  H+ 170 
 
FeBr3(aq)  +  H2O  

   FeOH
+2  +  3 Br–  +  H+ 171 
 
Fe(OH)2
+  +  H2O  





+  +  2 H2O  

   Fe(OH)4
–  +  2 H+ 173 
 
FeBr+2  +  2 H2O  

   Fe(OH)2
+  +  Br–  +  2 H+ 174 
 
FeBr3(aq)  +  2 H2O  

   Fe(OH)2
+  +  3 Br–  +  2 H+ 175 
 
Fe(OH)3(aq)  +  H2O  

   Fe(OH)4
–  +  H+ 176 
 
FeBr+2  +  3 H2O  

   Fe(OH)3(aq)  +  Br
–  +  3 H+ 177 
 
FeBr3(aq)  +  3 H2O  

   Fe(OH)3(aq)  +  3 Br
–  +  3 H+ 178 
 
FeBr+2  +  4 H2O  

   Fe(OH)4
–  +  Br–  +  4 H+ 179 
 
FeBr3(aq)  +  4 H2O  

   Fe(OH)4
–  +  3 Br–  +  4 H+ 180 
 
Type Equation Number 
Heterogeneous with 
two solid species 
FeBr2(s)  +  2 H2O  

   Fe(OH)2(s)  +  2 Br
–  +  2 H+ 181 
FeBr3(s)  +  3 H2O  

   Fe(OH)3(s)  +  3 Br
–  +  3 H+ 182 
FeBr3(s)  +  2 H2O  

   FeOOH  +  3 Br
–  +  3 H+ 183 
 
2 FeBr3(s)  +  3 H2O  

   Fe2O3  +  6 Br
–  +  6 H+ 184 
   
Heterogeneous with 
one solid species 
Fe+2  +  2 H2O  

   Fe(OH)2(s)  +  2 H
+ 185 
FeOH+  +  H2O  

   Fe(OH)2(s)  +  H
+ 186 
Fe(OH)2(s)  +  H2O  

   Fe(OH)3
–  +  H+ 187 
Fe(OH)2(s)  +  2 H2O  

   Fe(OH)4
–2 +  2 H+ 188 
FeBr2(aq)  +  2 H2O  

   Fe(OH)2(s)  +  2 Br
–  +  2 H+ 189 
Fe+3  +  3 H2O  

   Fe(OH)3(s)  +  3 H
+ 190 
FeOH+2  +  2 H2O  

   Fe(OH)3(s)  +  2 H
+ 191 
Fe(OH)2
+  +  H2O  

   Fe(OH)3(s)  +  H
+ 192 
Fe(OH)3(s)  +  H2O  

   Fe(OH)4
–  +  H+ 193 
FeBr+2  +  3 H2O  

   Fe(OH)3(s)  +  Br
–  +  3 H+ 194 
FeBr3(aq)  +  3 H2O  

   Fe(OH)3(s)  +  3 Br
–  +  3 H+ 195 
Fe+3  +  2 H2O  

   FeOOH  +  3 H
+ 196 
FeOH+2  +  H2O  






   FeOOH  +  H
+ 198 
FeOOH  +  2 H2O  

   Fe(OH)4
–  +  H+ 199 
FeBr+2  +  2 H2O  

   FeOOH  +  Br
–  +  3 H+ 200 
FeBr3(aq)  +  2 H2O  

   FeOOH  +  3 Br
–  +  3 H+ 201 
2 Fe+3  +  3 H2O  

   Fe2O3  +  6 H
+ 202 
2 FeOH+2  +  H2O  






   Fe2O3  +  2 H
+  +  H2O 204 
Fe2O3  +  5 H2O  

   2 Fe(OH)4
–  +  2 H+ 205 
2 FeBr+2  +  3 H2O  

   Fe2O3  +  2 Br
–  +  6 H+ 206 
2 FeBr3(aq)  +  3 H2O  

   Fe2O3  +  6 Br
–  +  6 H+ 207 
FeBr2(s)  +  H2O  

   FeOH
+  +  2 Br–  +  H+ 208 
FeBr2(s)  +  2 H2O  

   Fe(OH)2(aq)  +  2 Br
–  +  2 H+ 209 
FeBr2(s)  +  3 H2O  

   Fe(OH)3
–  +  2 Br–  +  3 H+ 210 
FeBr2(s)  +  4 H2O  

   Fe(OH)4
–2  +  2 Br–  +  4 H+ 211 
 
Type Equation Number 
Heterogeneous with 
one solid species 
FeBr3(s)  +  H2O  

   FeOH
+2  +  3 Br–  +  H+ 212 
FeBr3(s)  +  2 H2O  

   Fe(OH)2
+  +  3 Br–  +  2 H+ 213 
FeBr3(s)  +  3 H2O  

   Fe(OH)3(aq)  +  3 Br
–  +  3 H+ 214 
 FeBr3(s)  +  4 H2O  

   Fe(OH)4
–  +  3 Br–  +  4 H+ 215 
 
(A) Solid species are typed in bold letters. Reactions used for the construction of the potential-pH diagram for the simple Fe-H2O 
system are shaded. 
 
Type Equation Number 
Homogeneous 
Fe+2  +  2 Br–  

   FeBr2(aq) 
216 
 
Fe+3  +  Br–  

   FeBr
+2 217 
 
Fe+3  +  3 Br–  

   FeBr3(aq) 
218 
 
FeBr+2  +  2 Br–  

   FeBr3(aq) 
219 
   
Heterogeneous with 
two solid species 
Fe(OH)3(s)  

   FeOOH  +  H2O 
220 
2 Fe(OH)3(s)  

   Fe2O3  +  3 H2O 
221 
2 FeOOH  

   Fe2O3  +  H2O 
222 
   
Heterogeneous with 
one solid species 
Fe(OH)2(s)  





   Fe(OH)3(aq) 
224 
FeOOH  +  H2O  

   Fe(OH)3(aq) 
225 
Fe2O3  +  3 H2O  

   2 Fe(OH)3(aq) 
226 
Fe+2  +  2 Br–  

   FeBr2(s) 
227 
Fe+3  +  3 Br–  









   FeBr
+2  +  2 Br– 230 
FeBr3(s)  

   FeBr3 (aq) 
231 
 
(A) Solid species are typed in bold letters. Reactions used for the construction of the potential-pH diagram for the simple Fe-H2O 
system are shaded. 
 
Species 
[LiBr] = 0 g/L 
(Br–) = 0 
(H2O) = 1 
[LiBr] = 400 g/L 
(Br–) = 15.61 
(H2O) = 0.715 
[LiBr] = 700 g/L 
(Br–) = 194.77 
(H2O) = 0.358 
[LiBr] = 850 g/L 
(Br–) = 650.06 
(H2O) = 0.216 
[LiBr] = 992 g/L 
(Br–) = 2,042.65 
(H2O) = 0.118 
Fe b b b b b 
Fe(OH)2(s) b b    
-Fe3O4 b b b b b 
Fe(OH)3(s)      
-FeOOH      
-Fe2O3 b b b b b 
Fe+2 a b     
FeOH+ a a    
Fe(OH)2(aq) a a a a a 
Fe(OH)3
– a a a a a 
Fe(OH)4
–2 a b a b a b a b a b 
Fe+3 a b     
FeOH+2 a     
Fe(OH)2
+ a a a a  
Fe(OH)3(aq) a a a a a 
Fe(OH)4
– a b a b a a a 
FeO4
–2 a b a b a b a b a b 
FeBr2(s)      
FeBr3(s)      
FeBr2(aq)  a b a b a b a b 
FeBr+2      
FeBr3(aq)  a b a b a b a b 
 
(A) a = it appears in the predominance diagram of the aqueous iron species, b = it appears in the potential-pH diagram of iron. 
 
